K in etic m easu rem ents h a v e b een m ad e a t 25° on th e ca ta ly se d halogen ation of th e follow in g k e to n e s : aceto n e, a ceto n y la ceto n e, m onochloroaceton e, m onob rom oaceton e, as. d ich loroaceton e an d a cety la ceto n e.
In all cases th e reaction s are o f zero order w ith resp ect to th e h alogen an d ex h ib it general b asic ca ta ly sis. F or th e first tw o k eto n es general acid catalysis is also d etectab le. F or each k eton e th e c a ta ly tic co n sta n ts o f four carb oxylate an ions are related to th e d issociation co n sta n ts K A o f th e corresponding acids b y an eq u ation o f th e ty p e kB = w here G and a, are con stan ts for a g iv e n k eton e. T he ca ta ly tic co n sta n ts m easured cover a range of a b ou t 108. E xam in ation o f th e resu lts (togeth er w ith th o se o f P ed ersen for th e brom ination of acetoacetic ester an d a ce to a cetic acid) sh ow s th a t th e exp o n en t a decreases stea d ily from 0*88 to 0*48 a s th e re a c tiv ity o f th e k etone increases.
T he ca ta ly tic coefficients o f th e w ater m o lecu le are g iv en ap p ro x im a tely b y th e eq u ation s v a lid for th e c a r b o x y la te an ions, b u t th e h y d r o x y l ion is
in each case m uch less effective as a c a ta ly st th a n th e se eq u a tio n s p red ict.
I n tr o d u c t io n
I t is now generally accepted th a t the catalytic effect of acids or bases in many reactions depends on a typical acid-base (protolytic) reaction in volving the transfer of a proton between the catalyst and the substrate (Pedersen 1934a (Pedersen , 1938 Bell 1936 Bell , 1938 . I t has been found experimentally th a t the velocities of these reactions are correlated with the equilibrium constants of the associated acid-base equilibria: thus for catalysis by a series of similar bases* we can write kB -G
where kB is the catalytic .constant, K B a measure of the basic strength of the catalyst, and G and a are constants for a given reaction, solvent and tem perature. This type of relation was first proposed by Bronsted (Bronsted and Pedersen 1924) and is usually known by his name. Equation (1) has been interpreted in terms of the potential energy curves involved (Horiuti and Polanyi 1935; Bell 1936) , the slopes of which deter-* The discussion given here and later refers to basic ca ta ly sis, b u t th e sam e argum ents apply, mutatis m utandis, to acid catalysis.
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The base catalysed prototropy of substituted aceton mine the value of the exponent a. This theoretical treatm ent also predicts a similar dependence of the reaction velocity on the acid strength of the substrate, {KA)S. Moreover, since the potential energy curves are only linear over a restricted range, the relationship can be more properly written in the differential form d log kB = oc{d log K B + d log (A % y,
where a may vary continuously with kB. By studying the variation of a experimentally it should be possible to obtain information about the potential energy curves involved. The range of velocities normally studied for a given substrate is not sufficient to reveal any appreciable variation in a: thus a thousandfold variation in kB corresponds to a change of activation energy of only about 4 kcal./mole, while the dissociation energy of the bonds involved is of the order of 100 kcal. A very much greater variation in rate can be obtained by taking a series of related substrates, but in practice the substrate is such a weak acid th at it is not possible to measure {KA)S and thus to determine oc by comparing the rates for a given catalyst and a series of substrates. However, if a number of catalysts are measured for each substrate, a is given for each substrate by d log kBjd log K B, and its variation over the series can be studied.
In the present paper data are given for the base catalysed halogenation of compounds of the type CH3. CO. CH A2.A detailed study has already been made of the effect of different catalysts on the iodination of acetone (Dawson et at. 1926-30) and the bromination of acetoacetic ester (Pedersen 1933, 19346) . Watson and Yates (1932) have made measurements on the bromination of halogen substituted acetones in 50% acetic acid which show th at halogen substitution increases basic catalysis and decreases acid catalysis. They did not, however, investigate the effect of different catalytic species. It is well known that these reactions are of zero order with respect to halogen, the rate determining step involving only the ketone and the catalyst. This fact is of great practical advantage for studying a wide range of velocities: thus for a slowly reacting ketone (e.g. acetone) by using a very low concentration of halogen in presence of a large excess of ketone it is possible to make accurate measurements on less than 1 % of the total reaction. The catalytic constants actually measured extend over a range of about nine powers of ten.
In practice complications arise in some cases owing to the substitution of successive hydrogen atoms by halogen and the reversibility of some of the halogenations. If results of the highest accuracy are needed these factors necessitate a complicated analysis of the experimental data (cf. Pedersen !933> 19346)-However, the aim of the present work was to obtain a general survey of an extended, series of ketones, and for this purpose a simpler treatm ent is adequate, the procedure adopted being described under the experimental results for each ketone. The constants G and a of the Bronsted equation (1) were obtained in each case by applying the method of least squares to the values of log10 K A and logio kB for these four anions. By using suitable buffer mixtures it was also possible to deduce the catalytic effects of the bases OH-and H 2Q ; in com paring these values with the Bronsted equation the dissociation constants of the corresponding acids H 20 and H 30 + were taken as T8 x 10~16 and 55*5 respectively.
E x per im en ta l method
The halogenation velocity was measured in buffer solutions prepared by weight from sodium hydroxide solutions (free from carbonate) and acid solutions standardized directly against the sodium hydroxide. The reaction mixtures were prepared by volume from buffer solution, ketone solution, halogen solution and enough sodium chloride to make the total ionic strength of the final solution up to OT1 (except in the monochloroacetate buffers, where the total ionic strength was 0*20). Trimethylacetic acid was prepared from pinacol hydrate (Puntambeker and Zoellner 1932) and re distilled in vacuo. Acetic acid was twice partly frozen, the solid being col lected. Monochloroacetic acid was recrystallized twice from benzene, and trichlorophenol three times, while glycollic acid was a pure commercial specimen. All these acids were analysed by titration and found to be at least 99-7 % pure.
All kinetic measurements were carried out a t 25°, and for the first four ketones the halogen used was iodine. The initial concentration of iodine was 1-2 x 10~3 m, and the reaction was followed by pipetting out samples of 5 or 10 c.c. and titrating with n /100 thiosulphate from a micro-burette, using starch as indicator. The titres were reproducible to 0-01 c.c. Eight or more titrations were carried out in each experiment. In the experiments with as. dichloroacetone and acetylacetone the halogen used was bromine, and the procedure adopted is described under the details for these two ketones.
Since the halogenation produces acid, the composition of the buffer solutions becomes slightly displaced during the course of the reaction. This will change the concentrations of the anion and the acid, and also the hydrogen and hydroxyl ion concentrations. I t is possible to apply cor rections for these changes, but in almost all cases the resulting change in the values obtained for the catalytic constants is insignificant. We have therefore in general assumed the composition of the buffer solution to remain unchanged during the reaction, though in the monochloroacetate catalysis of the acetone iodine reaction it was found necessary to apply the correction mentioned above.
The rate of disappearance of halogen was found to be directly proportional to the ketone concentration when the latter was varied. The velocity v given in the tables is the rate of disappearance of halogen in moles per litre per minute, referred to a ketone concentration of one mole per litre. The catalytic constants k are calculated on the assumption v = E k^, where ci is the concentration of the catalyst in moles per litre.
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Acetone
The kinetics of the reaction between acetone and iodine have been ex tensively studied by Dawson (1926-30) , but he gives values for catalysis by only two anions (acetate and monochloroacetate), and the catalytic constants given in different papers show considerable variations. More over, many of his experiments refer to solutions of large and varying salt concentration, and are therefore difficult to interpret quantitatively on account of prim ary and secondary salt effects. We have therefore re investigated the kinetics of this reaction.
The acetone was purified by the sodium iodide method (Shipsey and Werner 1913) and its concentration in the reaction mixtures was throughout th a t employed by Dawson, 0-272 m . The rate of disappearance of iodine was accurately constant throughout the course of each reaction, except in the monochloroacetate buffers, where some displacement of the buffer ratio took place during the reaction. This indicates th a t if more than one iodine atom is introduced, all substitutions subsequent to the first are fast compared with it. The data given later show th a t under conditions of basic catalysis the rates of halogenation for acetone, monochloroacetone and diehloroacetone are approximately in the ratio 1 : 400: 5000, and the ratios for the corresponding iodoacetones are probably still greater. The rate of dis appearance of iodine in presence of acetone is thus governed by the rate at which the first atom of iodine is introduced, this being followed by the rapid substitution of two further iodine atoms on the same carbon.
In a buffer solution containing c moles per litre of the basic anion B and moles per litre of the corresponding acid A, the total velocity is given by
where v0 is the " spontaneous" velocity due to catalysis by water molecules. In the case of the monochloroacetate buffers there is a slight increase in the rate of iodine consumption during the course of each reaction, in dicating an appreciable change in the buffer composition. The velocities given in the table are mean values. The mean buffer ratio is easily calculated for each experiment, b u t in a series w ith equal initial ratios the mean ratios will not in general be equal for different buffer concentrations. Since the catalysis by monochloroacetate ions is small compared with th a t by monochloroacetic acid, it is necessary to correct for this inequality in order to obtain a reliable value for the former. The values of v (corr.) in the table represent the velocity which would have been observed if the actual mean buffer ratio in each experiment of a series had been equal to the average value over all the experiments of th a t series. The correction is readily cal culated from approximate values of the catalytic constants of 0 H~, H 30 + and monochloroacetic acid. The corrected values can then be analysed as described above.
The buffer solutions in table 1 are not very suitable for deriving the catalytic constants of hydroxyl ion and water, and additional measurements were made in a trichlorophenate buffer of ratio approxim ately 0-08. The dissociation constant of trichlorophenol is not known w ith any accuracy, and the pH of the buffer solution was found to be 6-84 by direct measure ment with a glass electrode. Trichlorophenate buffers react slowly with iodine even after thorough purification. In order to correct for this the initial rates of iodination were measured in the absence of acetone and were subtracted from the observed rates. Catalysis by undissociated tri chlorophenol will certainly be negligible in these solutions. 14-9 11-6 8-10 4-98 Corr.
11-5 8-8 6-23 3-93 Calc.
11-4 8-9 6-35 3-85
The catalytic constant of the hydrogen ion is given by the measurements of Dawson and Powis (1913) on solutions of strong acids. In the present units the value is 106&^ = 1640. I t is now possible to use the values of v' in the buffer mixtures to obtain the catalytic constants of the hydroxyl ion and the water molecule. In addition to the above values we have recalculated the data of Dawson and Key (1928) for acetate and phosphate buffers. In calculating the hydrogen and hydroxyl ion concentrations from the thermodynamic dissociation constants we have assumed th a t the activity coefficients of all univalent ions are given by
where y is the ionic strength (cf. Guggenheim 1935) ) and th at the activity coefficients of all neutral molecules are unity, The agreement between observed and calculated values is as good as could be expected, since most of the values of represent a small fraction of the observed velocities. The value of &OH-is only about half as great as that obtained by Dawson and Key (1928) , but there appears to be a mis calculation in their value for the pH of the phosphate buffer, upon which their value of &on-largely depends. The values of kOB-and &H 0 are of course known much less accurately than the other catalytic constants.
The catalytic constants for acetone are summarized in table 4, which also gives the values calculated from the Bronsted equation and those reported by Dawson. The latter are given differently in different papers, the limits of variation being given in the table. Acetonylacetone A commercial sample of the ketone was twice fractionated under reduced pressure, the final product boiling within 0-2° at 99°/30 mm. The concen tration of the ketone in the reaction mixtures was 0-189 m throughout.
W ith the exception of the monochloroacetate buffers (where the buffer ratio is slightly displaced) the rate of disappearance of iodine was constant throughout each experiment. As in the case of acetone, this shows th a t the substitution of the first atom of iodine is slow compared with any sub sequent substitutions. The chief reaction taking place will therefore be the formation of CH3COCH2CI2COCH3. However, under conditions of basic catalysis the rate of iodination is only about six times as fast as for acetone, and it is therefore likely th a t iodination of the terminal methyl groups also contributes appreciably to the observed velocity. Prom a theoretical point of view it would be desirable to separate the effects due to the two groups, and this might be done approximately by assuming th a t the terminal groups react a t the same rate as those in acetone. Actually, however, this correction has little effect on the exponent of the Bronsted equation, and for the pur poses of the present paper we shall use the total reaction velocities without attempting to separate the contributions of the different groups. The treatm ent of the results is in most cases the same as described for acetone. In the case of the monochloroacetate buffers, however, a simpler procedure is possible, since the ratio kAjkB is now about 40 instead of 250. The rates given correspond to the first half of the reaction, and although the mean buffer ratio in each series is appreciably different from the initial ratio, it is not necessary to correct for the differences in buffer ratio between The collected results for acetonylacetone are given in table 7. The acid catalytic constants are not very accurate, but it will be seen th at they differ little from those for acetone. constants for the two reactions, then it is easily shown th a t the rate of disappearance of iodine is given by
= k1[S){2 -e -^t). at
If k2 is considerably greater than k x t his express
for moderately large values of t, corresponding to the linear p art of the observed curve. (If kx/k2 is very great, the initial acceleratio detectable, as in the case of the first two ketones.) The falling off of the velocity towards the end of the reaction suggests th a t the second iodination does not go quite to completion, and in fact a small amount of iodine always remained in equilibrium a t the end of the reaction. This reversibility might interfere with the titration of iodine, but experiments in which the dis appearance of iodine was followed colorimetrically gave essentially the same curves and were much more laborious to carry out. The titration method was therefore used, and the velocities recorded correspond to the linear parts of the reaction curves. Any slight errors involved in this pro cedure will be the same for different catalysts, and are hence unim portant for the purposes of the present paper. The velocities involved are several hundred times greater than those for acetone under the same conditions, so that the reaction of the unsubstituted methyl group can be neglected. The same applies to the still more reactive ketones dealt with in the following sections.
In solutions of strong acids the iodination becomes reversible to such an extent th at only very rough estimates of the reaction rate can be made. I t is, however, clear that the catalytic constant of the hydrogen ion is less than 2 x 10~4 (i.e. less than th at of the monochloroacetate ion), and it can be concluded th at catalysis by undissociated carboxylic acid molecules will be much too small to contribute to the rate in buffer solutions. This simplifies the procedure for obtaining the catalytic constants of the anions, since it is necessary to use only one buffer ratio for each catalyst (cf. also the results for monochloroacetone). Difficulties were experienced in purifying this ketone. A commercial sample was fractionated three times through a 45 cm. column, giving a pale yellow product boiling at 118-5-118-9°. I t still contained about 2 % of an unsaturated product (possibly mesityl oxide) which reacted immediately with bromine, but not with iodine. Further fractionation caused no notice able improvement.
The concentration of ketone in the reaction mixtures varied from 0-005 m to 0-2 m . The course of the iodination (curve B, figure 1) was very similar to th at for monobromoacetone, though the linear portion extended over a larger fraction of the reaction. There was, however, a rapid disappearance of a small quantity of iodine during the first few minutes. This could be accounted for by the presence of about 0-1 % of a more reactive ketone, and it may be noted th a t there is only 1° difference between the boiling points of monochloroacetone and as. dichloroacetone, a likely impu fall is not likely to be due to the presence of a small quantity of the enol form of monochloroacetone, since no initial drop was found for monobromo acetone or as. dichloroacetone.
The velocities given in table 11 are taken from the linear p art of the reaction curves (amounting to about 60 % of the reaction) and will be little affected by any of the complicating factors mentioned. This applies parti cularly to the relative velocities for different catalysts. The results in solu tions of hydrochloric acid show th a t the hydrogen ion is not a very effective catalyst, being considerably less active than the acetate ion. I t is therefore likely that catalysis by undissociated carboxylic acid molecules can be neglected, and this is confirmed by the results in the acetate and monochloroacetate buffers of different ratios. In the trichlorophenate buffers the results have been corrected (cf. under the effect of the hydrogen ion being negligible. Table 12 shows the com parison between observed and calculated values. The collected catalytic constants are given in table 13 . I t will be seen th at the value for the trichlorophenate ion does not agree with th at calcu lated from the results for the carboxylate anions. There is considerable uncertainty about the dissociation constant of trichlorophenol (Tiessens 1929; Ogston 1936) : however, the value of 3-9 x 10~7 used here gave good 
as. D ichloroacetone
The ketone (b.p. 115-116°) was prepared by hydrolysing a-dichloroacetoacetic ester with 5 n hydrochloric acid. Its chlorine content was determined by warming a sample with 2 n sodium hydroxide, neutralizing, and titrating the chloride ion with silver nitrate solution, the end-point being determined electrometrically. (Found 55-7 % Cl, calculated 55-9 %.)
The iodination of as. dichloroacetone is a reversible reaction, a large amount of iodine being present at equilibrium. I t was therefore necessary to use the rate of bromination as a measure of the rate of ionization of this ketone. Preliminary experiments showed th at the reaction is of zero order with respect to bromine, and th at no free bromine remains at equilibrium. The reaction presents, however, a number of complications, which have been studied in detail by Mr D. H. Everett in this laboratory. Only the main features will be mentioned here, and the catalytic constants obtained are less certain than for the other ketones. The titration method is subject to some error owing to the loss of bromine by evaporation, especially in experiments of long duration. A number of experiments were therefore carried out in which a known amount of bromine was added and the time taken for its disappearance observed by measuring the potential of a platinum electrode in the solution. These experiments are marked with an asterisk in table 14. Abnormally high rates were obtained in the more alkaline buffers, possibly owing to oxidation by hypobromite, and the recorded velocities refer in most cases to buffers of fairly high ratio. This was not feasible for trimethylacetate, but in this case the velocity of the catalysed reaction is so great that any correction will be small. It was also found that the rate increased when successive quantities of bromine were added to the same reaction mixture, possibly owing to rearrangement of the brominated ketone, and the recorded values refer to the early stages of the reaction. It was not possible t<5 use glycollate buffers, since these react with bromine at a rate which is comparable to that of the ketone bromination. The increase of rate observed in acid solution is so small that it may well be due to a salt effect rather than to acid catalysis. In any case it is clear that catalysis by undissociated carboxylic acid molecules can be neglected, 
Acetylacetone
A commercial sample was redistilled and boiled at 136°. The titration methods could not be used, since the reaction is very fast even with dilute ketone solutions, and the halogenation is slightly reversible even when bromine is used. However, the bromoketone formed will liberate iodine from potassium iodide, and the following procedure was found to give satisfactory results. 9*1 c.c. of 4 x 10~4 m ketone solution was brought to 25° and 0*9 c.c. of bromine water (also at 25°) was added rapidly with shaking, using the type of pipette previously described (Bell, Lidwell and Vaughan-Jackson 1936). After a suitable interval the reaction was stopped by adding rapidly 2 c.c. of m/10 allyl alcohol, which removes the remaining free bromine. The amount of bromo-ketone formed was then determined by adding acidified potassium iodide solution and titrating the liberated iodine. W ith practice it was possible to obtain consistent results with a reaction time as short as 3 sec. Typical reaction curves are shown in figure 2. Curve A represents the beginning of the reaction and curve B its behaviour over longer periods. I t will be seen th a t the bromo-ketone slowly changes into some other product which will not liberate iodine from potassium iodide. (The same behaviour is shown by a-dibromoacetoacetic ester: cf . Pedersen 19346.) This change will be negligible in the early part of the reaction, which was used for deter mining the rate of bromination. Since the ketone concentration is small it is necessary to allow for its variation during the course of the reaction. At the beginning of each reaction a certain amount of bromine appeared to be used up instantaneously (see the intercepts at = 0 in figures 2 A and 3). This corresponded throughout to 18 % + 2 % of the ketone present, and is no doubt due to the fraction which is present as enol. Earlier measure ments (Meyer 1911) give 19% for the equilibrium proportion of enol in aqueous solutions at 0°.
The results in solutions of hydrochloric acid show that catalysis by hydrogen ions is negligible, and give an accurate value for the "spon taneous" reaction. Moreover, the values of v' obtained in the buffer solu tions are identical with the spontaneous rate within the experimental error, showing that hydroxyl ion catalysis is also negligible in the solutions used. From this it can be concluded that & OH-< 107.
The catalytic constants for acetylacetone are collected in table 17. 
General discussion
The tables given for each ketone show th at in each case the catalytic constants for the four carboxylate anions are well represented by an equation of the type kB = G (l/K A)a, so th at the reaction suitable ones for investigating the points mentioned in the introduction. In considering the variations in G and a we shall also include data obtained by K. J. Pedersen (1933,19346 It will be seen th at the exponent a changes steadily as the value of G changes through about ten powers of ten, thus confirming the suggestion th a t the extended Bronsted relation (equation (2)) is essentially a differ ential relation with a limited range of validity. The only other large change of exponent which has been recorded is in the acid catalysed rearrangement of three N-halogenacylanilides (Bell and Danckwerts 1939) and in this case the position is complicated by the fact th at the reactions involve the migration of different halogen atoms.
The last column of table 18 contains the values of log1012, where R may be defined as the calculated catalytic constant for an acid of dissociation constant 10-4, corrected for statistical differences between the different ketones. R is thus a measure of the ease with which a single hydrogen atom ionizes from the ketone in question. The first statistical correction depends on the fact th at the initial ionization of the ketone is in some cases succeeded by the introduction of more than one halogen atom into the ketone. In order to convert rates of halogenation into rates of ionization it is therefore necessary to divide by a factor where x is the number of halogen atoms thus introduced. (In the case of acetoacetic ester and acid this correction is already allowed for in the method of calculation used.) The other statistical correction arises from the presence of more than one point in the ketone at which ionization can take place: if there are equivalent points the ionization velocities must be divided by p to make them comparable. This kind of statistical correction has been previously applied to catalysts of different types, and in a number of cases it is difficult to decide on the correct value of p .Thus Bronsted (1928) considers hydrogen atoms bound to the same atom are kinetically independent, while Pedersen (1934a Pedersen ( , 1938 counts them as one only. We have adopted the latter alternative: thus for acetone we take p (not p = 6), an acetone p -1 (not p = 2). The values of x and p are given in table 18, and R is then given by log10 R = log10 6? + 4a -log XoPx -If may be noted th a t a different choice of p would have little effect on the general correlation between R and a. The observed increase of a with decreasing R cannot go on indefinitely, since a cannot become greater than unity. Figure 4 shows a plot of log10 R against l/( 1 -a) which will be shown in the next paper to represent the ratio of the slopes of the two potential energy curves a t their point of intersection. The lengths of the horizontal lines indicate the errors corresponding to an error of ± 0*01 in a. The results are represented within experimental error by a linear relation between 1/(1 -a) and log10 R. I t will be seen th a t the catalytic power of the hydroxyl ion is throughout several powers of ten smaller than the calculated value. This is qualitatively in accord with the behaviour found when the nature of the ketone is varied, i.e. a decrease in the exponent ot when the velocity of the reaction is greatly increased. I t is difficult to draw any quantitative conclusions since the figure taken to represent the basic strength of the hydroxyl ion
55-5
\K W = 1/ 1-8 x 1 0 -16 can only do so approximately. The catalytic constants of the water molecule are throughout within a power of ten of the calculated values. However, little theoretical significance can be attached to this, since the water mole cule is not of the same charge type as the anions on which the values of G and a are based, and the evaluations of the catalytic constant and the basic strength of water both involve the figure 55-5 as the supposed concen tration of H 20 molecules in pure water. The theoretical interpretation of the variation and absolute value of is discussed in the next paper.
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